Abstract -Theory and complications involved in dipole moment measurements in slightly conductive polar solvents are discussed. Experimental results are presented for the following electrolytes in anhydrous acetic acid: LiCl, KCl, KBr, LiTs, KTs, CsTs, TlTs, R4NN03, BHTS, Ts = E-toluenesulfonate; BH = E-toluidinium; R4N = tetra-isoamylammonium.
INTRODUCTION
The value of electric dipole moments for elucidating structure and bonding in ion pairs is well known from measurements in the gas phase and in nonpolar solvents (Refs. [1] [2] [3] [4] . However, because of limitations of volatility and solubility, the number of ion pair species that can be studied in this fashion is limited.
Measurements in polar solvents offer the advantage of greater solubility and, furthermore, will detect the formation of solvation complexes.
There are formidable difficulties, however.
Ion pair dissociation is no longer negligible, and the presence of free ions introduces complications of measurement and interpretation (Ref. 5) • For high-precision measurements of solution capacitance at audio-frequencies, the conductivity should be less than about lo-6 ohm-1 cm-1 (Ref. 6). High precision is essential because one needs to interpret the small difference ~e = e-eo, where e is the dielectric constant of the solution and eo that of the solvent. Moreover, the presence of ions complicates the interpretation of the electrical capacitance of the measuring cell, for two reasons: 1) It becomes more difficult to subtract the capacitance due to the electrical double layer at the electrode (Ref. 5) • 2) The conducting ions contribute significantly to the capacitance because the ionic current is out of phase with the applied AC voltage (Refs. [7] [8] . Correcting for this effect unfortunately introduces an adjustable parameter for each electrolyte.
If there is solvent dipole correlation, the introduction of any solute (polar or nonpolar) may interfere with that correlation (Ref. 9). Thus the dielectric constant ascribable to the solvent component may vary with solute concentration. This solute-induced medium effect can be treated rigorously only in rare cases when the molecular interactions are understood in detail. In most cases, the solute-induced medium effect must be evaluated by empirical methods (Ref. 9) • Finally, in polar solvents, basic theory of dielectrics is not as easy to apply.
Although the Kirkwood theory in its general form (Refs. 10,11) is accurate, when the theory is applied to a specific solvent, simplifying assumptions must be made. This is because the general theory is a statistical theory whose application requires detailed microscopic information about the dielectric medium.
In the absence of such information, a microscopic model must be assumed to provide the needed link with macroscopic reality.
In spite of these difficulties, we hope to show that results of meaningful accuracy can be obtained for ion pair dipole moments in polar solvents.
In the present discussion, we shall be concerned primarily with ion pairs in anhydrous acetic acid.
This solvent is of special interest because isomerism between intimate and solvent-separated or "loose" ion pairs was first demonstrated by means of kinetic studies carried out in acetic acid (Ref.l2).
EXPERIMENTAL VARIABLES
It is convenient to represent the measuring cell by an equivalent AC circuit consisting of a conductance G in parallel with a capacitance c.
The measured complex AC admittance Y* is equal to G + jwc, where w = 2nf, f = AC frequency, and j 2 = -1 •. To obtain a quantity that is independent of the dimensions of the measuring cell one next calculates the admittancy y* = Y*· t/A. The cell constant t/A is the ratio of the current path length to the cross-sectional area. Eq. (1) represents the admittancy in complex notation,
where y 1 and y" denote the respective conductive and capacitive components of yi~; y 1 = Gt/A and y" = ct/A.
For a conductive dielectric the admittancy is related to the ionic conductivity L* and the dielectric permittivity €* via Eq. (2), -14 y* = L* + jw€* ·8.85 X 10 (2) in which the constant, 8.85 x l0-14 , denotes the permittivity of empty space in practical cgs units of Farad cm-1. Because there is a phase difference between the AC voltage and the ionic current, Li~ can be written in complex notation, LI + j L" (3) where L 1 is the component of v~ that is in phase with the voltage.
Similarly, because of dielectric loss, the dielectric permittivity can be written in complex notation,
Combining (2), (3) and (4) Under conditions where the free-ion fraction y of the electrolyte is small, the general expression reduces to the simple form (7) (Ref. 13) , which applies to the measurements reported here. Physically, the parameter ß represents the ratio k /A, where k is the actual rate constant for ion pair association, and A is tße=theoretic~l rate cons~nt for diffusion-controlled combination of opposite univalent point charges (Refs. 7, 8) . Because of this, physically plausible values for ß lie in the range from 0 to 1.
In the present work it was sufficient to use a uniform value of ß = 0. 
Here eo is the static dielectric constant, e is the dielectric constant of induced polarization, No is Avogadro's numbe~, V is the molar volume, g is the Kirkwood correlation factor, and 1J. is the intrinsic dipole moment of the molecules. For liquids, Eq. (8) is exact if the liquid lattice has cubic symmetry, if the lattice positions are independent of molecular orientations, and if translational fluctuations may be neglected (Ref. 14) .
In the present work an alternate approach was used which seemed to be particularly appropriate for dilute solutions. A full derivation has been published elsewhere (Refs. 5, 15) . For the present, we begin by representing the polarization f(e) of the solution as a sum of additive terms due to the individual molecular species, f(e) = (e-1) (2e+l)/(9e) = l:c.P.
where c. = molar concentration and P. = molar polarization of the i-th molecular sp~cies. Each P. depends not oBly on the intrinsic dipole moment u. 
(10) c~ = v~l; ~ = (n 2 -l)/(n 2 +2) for the solution; ~0 = (n~-l)/(n~+2) for the pure solvent; n = refractive index; R1 = ~oV 1 and R2 denote molar refractions; ho = 1 -2~o (e:o-1) /(2e:o+l).
The first term on the right in (10) can be measured directly and will be denoted by ~~ ; the secend term involves the unknown quantities g 2 and This ion pair is not expected to form a solvation cornplex with acetic acid because of the chernical inertness of the cation.
Thus the agreernent of ~2 1 (rn = 0) with ~2 tends to confirm the validity of the treatrnent of tn~sSa~a.
NATURE OF SOLVATION COMPLEXES
For other ion pairs, discrepancies between ~2 1 and ~2 are significant, indicating that the ion pairs form solvation c~ßpYexes. Let us begin by considering sorne rnolecular rnodels.
In discussing the formation of solvation cornplexes with acetic acid, it is necessary to consider both the cis and the trans conformation of the carboxyl group (Figure 1 angle of 112° with respect to the OH-bond direction. The trans conformation has a dipole rnornent of ~ 3.9 D, which is nearly parpllel to the OH-bond direction. The two conformations generate two farnilies of rnodels for the solvation cornplexes.
The models to be considered will be called monodentate-to-cation (Figures la,  lb, and 1~) , monodentate-to-anion (Figures lc and ld) , and bidentate (Figures le and lf) • In the monodentate-to-cation models, the solvent molecule acts as a ligand. In the monodentate-to-anion models, the solvent molecule acts as a hydrogen-bond donor. In the bidentate model involving cis-AcOH, the structure is cyclic. The bidentate model involving trans-AcOH corresponds to a solvent-separated ion pair.
-----As for any process involving ring formation, the cyclic bidentate complex involving cis-AcOH will form only if certain geometrical requirements are met. As indicated in Figure 2 , the directions of preferred coordination for the various models shown in Figure 1 .
are roughly parallel, approaching each other only slightly. Hence the distance between the two points of van der Waals contact, 2.8 ± O.lÄ according to measurements using CPK space-filling molecular models, should match the distance between the binding sites in the ion pairs. For simple ion pairs such as the alkali halides, the latter distance would be essentially equal to the distance between the ionic centers. Hence the geometrical requirements for cyclic bidentate complex formation will be most nearly met if the interionic distance in the alkali halide ionpair is ca. 2.8 Ä.
Vector diagrams of the dipole orientations of ~1 and ~2 in the various modele are indicated in Figure 3 . These diagrams neglect the creation of induced moments by mutual polarization, which would normally reduce the dipole moment of the solvation complex. According to the vector diagrams, we expect ~2 1 to be greater than ~2 for the models in Figures la, lb On the other band, i~0~;
1 is about 1-2 D less than ~2 , then of the models that have been cons1ä~~e~, the cyclic bidentate model e is the only one that will fit.
If at the same time the geometrical requirements for ring formation are met by the ion pair, then the cyclic bidentate model is strongly indicated.
Specific Ion Pairs.
For the alkali halides listed in Table III , interionic distance in the isolated ion pair is 2.02 Ä for LiCl, 2.67 Ä for KCl, and 2.82 Ä for KBr (Ref. 4) . The latter values are close to the estimated 2.8 ± 0.1 Ä distance that is considered optimum for cyclic bidentate solvation, and we note that ~2 1 is appropriately less than ~2 by 1-2 D.
We infer that the solvation co~~~e~es of KCl and KBr have structures similar to that modeled in Figure le .
On the other band, for LiCl the interionic distance is too+small for strainfree cyclic bidentate solvation. At the same time, the Li ion, owing to its small size and high charge density, is a streng Lewis acid toward oxygen bases. Since corner structure 1n F1gure • Regarding the structure of solvated E-toluidinium E-toluenesulfonate, it is clear from the large enhancement of the dipole moment that solvation plays a prominent role. In this case the models for cation solvation are different from those of Figure 1 because the cation now can function as hydrogenband donor. We prefer not to speculate about detailed structures at this time.
